In this paper we show that the usual assumption in studies of the temperature variation of equilibrium constants for equilibria of the form A + B T± AB that a plot of In K vs. 1/T (K = equilibrium constant, T = temperature in degrees kelvin) is a straight line with slope equal to -AHVH/R (AHVH = van't Hoff or apparent enthalpy, R = gas constant) is not valid in many cases. In all the cases considered here, AHVH is temperature dependent and is significantly different from the true or calorimetrically measured enthalpy, and the respective values for ACp are also significantly different.
The ready availability of sensitive isothermal titration calorimeters makes possible the accurate determination of both enthalpies and equilibrium constants on the same sample for a wide variety of processes. In view of this situation, detailed comparisons of calorimetrically determined enthalpies of reaction (AHcal) and enthalpies derived from equilibrium constants by means of the van't Hoff equation (AHVH) can now be made. We 0.1%, and our calculated enthalpies differed from theirs by less than 0.35%.
Results obtained in the calorimetric titration of RNase with 2'-CMP in various buffers are summarized in Table 2 . Comparison of the data for buffers a and b shows that reduction of the ionic strength and/or of the concentration of phosphate has a remarkable effect, particularly on the enthalpies at 25°C. The results in buffer c indicate that the addition of 0.5 M sucrose has very small effects on the values for ACp but nontrivial effects on the enthalpies. In the presence of 1.0 M guanidinium chloride (buffer d), the van't Hoff enthalpy is constant over the temperature range studied.
We have also evaluated the binding constants, KB, by spectrophotometry in the UV range in 0.05 M potassium acetate buffer at pH 5.5. Spectrophotometry is admittedly a relatively poor procedure to employ in this case because of the similarity in the UV spectra of 2'-CMP and RNase A. Nonlinear least-squares analysis of the data obtained at 262 nm (Table 2 , buffer b') gave values for AHvH that were "10 kcal mol-1 more negative than AHcal (Table 2 , buffer b), and ACp for AHvH was -0.191 kcal K-1lmol-1.
Similar discrepancies have been observed with other systems. For example, Table 3 shows results based on four of the calorimetric studies by Varadarajan et aL (3) on the binding of truncated S peptides with various replacements at Met-13 to the S protein of RNase S. As listed in column 6 of Table  3 , wide differences between the two types of enthalpies are found for these reactions, with no obvious regularity in the differences.
Analysis of data for the interaction of cyclohexanol with aand ,B-cyclodextrins (4) indicates that the discrepancies shown above are not limited to processes involving proteins. The results obtained in these cases are summarized in Table 4 in the same format as employed in Table 1 .
The extent of the discrepancies found in the systems studied here may be summarized by noting that the ratio of Chemistry: Naghibi et al galactose to the arabinose binding protein of Escherichia coli (6) , and the pairwise interactions of three synthetic oligonucleotides that form a DNA three-way junction (7) , and in no case have we found agreement between van't Hoff and calorimetric enthalpies.
The discrepancies noted here are not easily explained in any quantitative way. If we can assume that the concentrations of the substrate (S), the ligand (L), and the product of the binding (i.e., the components of the complex) are low enough so that deviations of these components from ideality can be ignored, then the discrepancies must all be due to changes with temperature in the equilibria controlling the interactions of buffer or solution components, including water, with one or more of the components of the complex. If we denote the equilibrium constant for the main reaction as [SL] Kapp = [S][L] [2] and lump all the other unspecified processes into a single constant K', then we may write the true equilibrium constant as KT = KappK'. [3] The van't Hoff equation is (a lnKT) AHcal [4] a8 (1/T)/p T' where AHIcai is the actually observed enthalpy change, including all contributions from any processes involving buffer or solution components. Although the analysis given here makes it clear that the true enthalpy change in the actually observed process is indeed AHcal, it must be realized that this quantity applies to a complex process including steps that are not indicated by the simple equilibrium S + L a SL and that are not readily identified. The variation of MHcal with experimental conditions as illustrated, for example, in Table 2 further emphasizes the possible complexity of the processes that we actually observe experimentally.
